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Abstract
The entropy of solvadon of monoatomic ions in polar solvents is considered within the

context of the mean spherical approximation which is used to estimate the experimentally observed
quantities in 15 different polar solvents. The role of both ion-dipole and dipole-dipole interactions
in determining both the Gibbs energy and entropy of solvation is assessed. It is shown that the
temperature variation of the polarization parameter, which characterizes short range electrostatic
interactions, plays an important role in determining the magnitude of the enwropy. Not only does
this temperature coefficient depend on whether the ion is a cation or an anion, but it also depends
on the charge on the ion. The model developed here together with the parameters extracted from
experimental data for monoatomic ions is applied to estimate the entropic change associated with a
simple spherical redox system, namely, ferrocenium cation/ferrocene, which has been used as a

model reaction for considering solvent effects on thermodynamic parameters.




Introduction

In a recent paper!, we considered the vaniation in Gibbs solvation energy of monovalent
monoatomic ions with the nature of the solvent using a non-primitive model of the elecwolvie
solution in the mean spherical approximation (MSA).2-3 In the limit of infinite dilution, the MSA
requires only two parameters to describe the Gibbs solvation energy, namely, the dielectric
constant of the pure solvent, €, and a polarization parameter, A. The latter quantty is usually
calculated from the Wertheim equation® which is derived from a model of the pure solvent in which
the molecular dipole moment is the only electrical property considered. In our comparison of the
experimental data with theoretical predictions, we showed that it is necessary to consider other
molecular parameters, such as higher order moments and the solvent molecule’s polarizability.
Stat=d more chemically, the "stickiness" of ion-dipole interactions is quite important in determining
the magnitude of the solvation free energy. When one assumes the MSA result for the Gibbs
energy for ion-dipole interactions and calculates the value of the polarization parameter, A, one
finds that the experimental value is rather different from that predicted by the Wertheim equation.
Furthermore, values for anions are quite different from those estimated for catons. This result is
not surprising since the mechanism of solvadon for the two types of ions is generally recognized to
be different. Another important result of the earlier study was that the ratio of the parameter, A, 10
the effective solvent diameter, G5 for cations is linearly related to an empirical parameter describing
the solvent's basicity, namely, the donor number. At the same time, the corresponding ratio for
anions is linearly related to an empirical parameter describing the solvent's acidity, namely, the
Dimroth-Reichardt parameter, Ex.

In order 10 describe the thermodynamics of ion solvation further, one should be able 1o
estimate the entropy of solvation. Such a calculation requires knowledge of the tsmperature
derivatives of both the dielectric constant of the solvent and the polarizaton parameter, A.
According to the Wertheim equation, these quantities are related, but on the basis of our previous
results, there is good reason to anticipate that the experimentally relevant value of dA / dT is quite

different.
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In the present paper, the available experimental data for the entropy of solvation of
monoatomic monovalent ions in polar solvents are examined within the context of the MSA.
Values of the temperature coefficient dA /dT are exwracted and the ability of the model to account
for variation in entropy with ionic size is considered. The significance of the results is then

considered with respect to other available experimental data related to ionic solvation.




The Model
In the MSA for a system of spherical hard ions and dipoles of different sizes, the following
expression is derived®-3 for the ion-dipole contribution to the Gibbs energy of solvation in the limit

of infinite diludon:

Gig = - No (zieg)? (1 s ! (H
8T €4 ri g) (1+§)

Here, z;_is the value of the ion, e, the fundamental charge, €, the static dielectric constant of the
solvent, o, the permittivity of free space, rj, the radius of the ion, and N, the Avogadro constant.
The dimensionless parameter, £;, which depends on the solvent and the ion, is given by
& = rs/(Arp) (2)
where 5 is the radius of the solvent dipole and A, the MSA polarization parameter. The latter
‘parameter is often calculated from the dielectric constant €5 by the Wertheim relationship
AZ(A+ 1) = 16¢g (3)
A second contribution to the Gibbs solvation energy comes from the repulsive dipole-dipole

interactions, and is given by the equation
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This expression may be simplified considerably when one considers the range of values typically
found for the parameter, A. For solvents with dielectric constants varying between I and 200, A
varies between 1 and 3.2 according to the Wertheim equation. A more realistic range for A when
one considers the values needed to fit experimental data for Gibbs solvation energies! is between 1
and 9. The corresponding change in the ratio R = A (A+3) / 2(A+1)2 which appears in the
denominator of term in square brackets in eq. (4) is from 0.50 to 0.54. Not only is the change in
R small, but R is small with respect to the static dielectric constant for polar solvents (g5 > 20) and

therefore may be neglected. In a similar way, the ratio appearing in the numerator of the term in




square brackets, namely, (3A+2) / (A+1) varies between 2.5 and 29 in the same range. Using the

average value, 2.7, the expression for G4q may be rewritten as

e \2 2 4+2.7 &,
Gad = (zZieg)* 1 - 1 (_*_QQ (5)
641 g4 1 £s (1+§;)?

It is easily shown that estimates of Gyq based on eq. (5) differ from those based on eq. (4) by only
a few percent in the worst cases. Moreover, the simplified expression has the advantage that the

parameter A does not appear on its own but only in the rado &;. This fact is important in applying
the expression to experimental data. Finally, on the basis of previous work3, only a fraction 6 of
the dipole-dipole term is used in estimating the standard Gibbs energy of solvation so that the final

expression for the Gibbs energy of solvation becomes

AG(S) = Gig + 0 Gyq (6)

The expressions for the corresponding entropies are obtained from the temperature

dertvatives of the above Gibbs energies. For the ion-dipole term, the result is

s-d=_N_QLz_i£9>_2[L des 1L 1 1.+ ‘—di%] o)
l 8megry &g dT (1+&) (1+&;)? ( ‘55) i dT

where &5 = rg/ A depends only on the solvent and dds / dT is its temperature derivative.

Comparing eqs. (1) and (7), it is easily shown that

. _1_ g‘_l_d gis_ 8n €o Gldz dSS
> (1 - ) €52 dT = No(zieg)? dT (@)
[t follows that the ion-dipole contribution to the entropy is related to the corresponding Gibbs
energy through parameters which depend only on the nature of the solvent. Rewriting the

expression for the dipole-dipole contribution to the Gibbs solvation energy as
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the expression for the corresponding entropy is
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(10)

Assuming that the fraction 8 is independent of temperature, the resulting expression for the entropy

of solvation is
AS] = Sig + 0 Sag

(11

This model for ion solvation is now examined with respect to available experimental data for

monovalent monoatomic systems in the polar solvents.




Results and Discussion

Extensive data are available for the Gibbs energy and enthalpy of transfer of moroatomic
monovalent ions in water and other polar solvents, a receat compilaton having been given by
Marcus et al.7 These data may then be combined with data Yor the Gibbs energy and enthalpy of
solvation of the same ions in the reference solvent waterS to obtain an estmate of the standard

entropy of solvation, AS(;. Thus,
0 _ \140 AO . Ao 0
TAS =aH + AHaq (AG, + AGaq) (12)

where AG and AH® are Gibbs energy and enthalpy of transfer of a given ion, and AG? and
tr tr ; aq

AH?l , the corresponding solvation quantities in water. It is important to remember that the data

q
are for single ions, and therefore involve an extrathermodynamic assumption. The assumption
used, known as the TATB assumption’-9, is that the thermodynamics parameters for solvation of
two large ions, nainely, the teraphenyl arsonium cation and tetraphenyliborate anion, are equal.
The estimation of the enropy of solvaton involves one extra parameter with respect to those
needed to estimate the corresponding Gibbs energy. In the latter case, the parameters are r, €, A
and rs. In our previous analysis of the Gibbs energy data, the parameter A was not determined
from the dielectric constant of the solvent using eq. (3) but instead, the ratio 8g =rg/ A was
estimated directly from the experimental data using eq. (1) and assuming a negligible conmbution
from dipole-dipole interactions (8 = 0 in eq. (6)). In the present paper we wish to illustrate the
extent to which values of 85 depend on the manner in which this parameter is estimated. At first,
we consider only the static dielectric constant data for a collection of polar solvents together with
gas phase solubility data from which effective radii for solvent molecules have been extracted.
These data are summarized in Table I for 20 polar solvents both protic and aprotic. It is readily
apparent that the parameter A estimated on the basis of the Wertheim equation does not vary
greatly, specifically, from 2.01 for acetone to 3.15 for N-methyl formamide on the basis of the
solvents considered. The estimates of &5 vary over a wider range, from 52 pm for water to 124

pm for n-propanol. This result is obviously due to the changes in solvent size. As will be seen




below, the values of § estimated in this tashion result in poor estimates of the Gibbs solvaton
energy. In particular, the estimate of Giq on the basis of eq. (1) using the values of & from Table
[ yield equal values of this quantity for cations and anions of the same radius. On the other hand,
it is well known from experiment that this is not the case. Thus, the value of AG(S) for fluoride ion
is much larger in magnitude than that of potassium ion in spite of the fact that their Pauling radii are
approximately equal.89

The temperature derivative of the parameter A may be estimated from the temperature
dependence of the dielectric constant. On the basis of the Wertheim equation the relationship

between these quantities is

dA [MW\)} 1 d& (13)
dT I+l ) 2eg AT
The corresponding value of dds / dT is given by
dSS /dk -1
aTr- =TIy \ﬁ) (14)

Values of the latter parameter calculated on the basis of experimental data for the dielectric
properties of pure solvents are also presented in Table I. This parameter also changes
considerably from a low of 0.048 pm K-! for water to a high of 0.187 pm K-! for n-propanol.

The experimental data for the Gibbs energy and entropy of solvation of the alkali metal
cations and halide anions were examined with and without consideration of the contribution from
dipole-dipole interactions. As discuss.d previously!l, a good fit to the Gibbs energy data can be
made assuming that AG‘; is equal to Gjg. Then, the parameter dds /dT can be determined from the
experimental data using a rearranged form of eq. (8). Since the experimental entropy of solvaton

ASCS’ is equal to S;4 when 8 = 0, it follows that

dBs

0 1 AGQ des 81 €, oy
ASS (I Es) * €g? dr —~ No (zj €0)? (AGS) dT (15)

The quantity on the left hand side of this equation may be calculated directly from experimental data

and s identified as the local contribution to the entropy of solvation Asg(loc) as discussed below.




Since it is a linear function of (AG?F , the parameter d8s/ dT can be found on the basis of a one
parameter linear fit. Two such plots are shown in Fig. | using data for the alkali metal cations in
water and acetonitnile. [n the case of the data for water, an excellent linear plot is found with a
zero intercept.  However, in the case of acetonitrile, the fitis not that good, and yields an estimate
ot dds / dT with a standard deviation of 12 percent. When one considers that dipole-dipole
nteractions were neglected and that the experimental data involve an extrathermodynamic
assumption, the fit of the data to eq. 1 15) is certainly not bad. With the exception of water, the
level of error in the estimates of ddg / dT reported below is similar to that found for acetonitrile.

A summary of the MSA parameters found for 15 polar solvents for which ionic solvation
data are available is presented .n Table II.  Although these parameters fall in the range of values
predicted by the Wertheim equation, they are clearly quite different. The most important feature of
the present analysis is that parameters for cations are different from those for anions. Such a
resuli is not unexpected since a detailed molecular description of the interaction of a solvent
molecule with a caton is different from that for an anion. For aprotic solvents this is mainly a
result of the fact that the negative end of the solvent dipole is chemically soft with a complex
polarizable electron cloud which interacts with cations. On the other hand, the positive end of the
molecular dipole is hard ia the usual chemical sense, and interacts with anions chiefly because it is
the part of the molecule which is furthest away from the electronegatve group. When one
compares the parameters obtained from the analysis of the data for ionic solvation with those from
the permuttivity dara for the solvents it is clear that there is no correlation between them, whether
one chooses the data for cations or for anions.

The above analysis of the experimental data can be criticized on the grounds that it does not
consider the role of dipole-dipole interactions. This question was considered by improving the fit
of the experimental data for aqueous systems to eq. (6). In this way, it was found that the best
value of 8is 0.16. However, the improvement of the fit between theory and experiment was not
great when data for all solvents were considered. When dipole-dipole interactions are ignored the

average standard deviation in fitting the Gibbs energy data for the alkali metal cations in 17
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different solvents is 7.6 kJ mol-! and that for the halide anions 8.3 kJ mol-!. This amounts t0 an
error of about 3 percent.  When the term involving dipole-dipole interactions is included with 8 set
equal to 0.16 the standard deviation for the cationic data is 5.8 kJ mol-!, and for the anions 8.6 kJ
mol-t. Thus, inclusion of the term in Gyd is not warranted on the basis of the available data.
Further improvement with consideration of Ggq would require that the fraction 6 be chosen for
each solvent, thereby introducing another solvent dependent adjustable parameter. This is not
justitied without further analysis of the TATB assumption used to derive the results considered in
the present analysis. Nevertheless. it is interesting to note that the values of 85 derived with the
assumption that 8 = (.16 are linearly related to those obtained on the basis of eq. (1) (see Fig. 2).
In the case of cations, the value of 3, 1s lower by about 12 pm, and for anions, by about 17 pm.
Thus, the correlations between 1/8; and the donor number (DN)16 for cations, and between 1/3s
and the Reichardt acidity parameter (E7)!7 for anions, which were observed previously! would not
be atfected by the inclusion of a contmbution from dipole-dipole interactions.

The success of the present analysis in describing the variation of the standard entropy of
solvation with solvent nature is illustrated for the K* cation in Figure 3. In general, the agreement
between calculated and experimental values is not bad, the calculated values tending to fall below
the experimental ones for solvents in which -AS(S) is large. Similar results were obtained with data
for the Rb* and Cs* ions. [n the case of the Na* ion, the estimated value of -AS? was usually
higher than the experimental value. [n the case of Li* ion, the difference between the experimental
and calculated values of -AS? was unacceptably large. Looking at the problem from another point
ot view, the value of dd¢/dT estimated from entropy of solvation data for Li* ion was always
considerably smaller than the average value for the five alkali metal cations, and the value for Na*
ion somewhat smaller. On the other hand. values for K*, Rb* and Cs* were sufficiently close that
one could describe their entropic data on the basis of an average for these ions only. The failure of
the MSA model to describe data for all five ions can be a result of the fact that the model as
presently applied neglects dipole-dipole interactions, or that the TATB assumption does not give a

good separation of the thermodynamic data for electrolytes into values for single ions. We suspect
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that the latter factor is more important because of the fact that eq. (15) could be applied reasonably
well to entropy data for aqueous solutions which were obtained without the TATB assumption?; on
the other hand, results indicating a poor fit for Li* and Na* ions were obtained in other polar
solvents where the TATB assumption was used to obtain single ion data’-9 (see Fig. 1).

Results for the Br™ anion are shown in Fig. 4. [n this case, one also finds that the estimated
solvation entropies lies below the experimental values. The agreement between theory and
experiment for the halide anions is somewhat better than that for the alkali metal cations. This may
just be a reflection of the fact that data are generally only available for three ions, but no trend
indicating that a better fit could be obtained for any one of the ions was apparent. In assessing the
results for both the alkali metal and halide ions one should keep in mind the fact that the estimated
error level in the entropy of solvation is usually much higher than that in either the Gibbs energy or
enthalpy of solvation. As pointad out by Hefter!8, the latter two quantities are often quite close to
one another. Since the estimate of ASCS’ is based on the difference between AG‘S> and AHg. the
relative error in the entropy can be much higher than those in the Gibbs energy and entropy.

On the basis of eq. (7), it is clear that the entropy cf solvation can be attributed to two
components, one connected with the temperature variation of the long range electrostatic
interactions as expressed through the temperature coefficient of the dielectric constant, and a
second due to the temperature variation of short range electrostatic interactions described by the

temperature variation of the MSA parameter 8s. Thus, the long range contribution to the entropy

is given by
AG? 1yl de
0 = - =2=s .2 =8
AS(In) = 2 ( 1 Es) T (16)
and the local contribution by
o ___8reo 2 1yt d3
AS{lloe) = - =25 (AGY) (1 ~ Es) T (17
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The latter quantdty may be related to the energy associated with the formation of a hole for the

solute within the solvent. One measure of this is the Hildebrand solubility parameter §9.19 which

is given by

5 - ‘AR, - RU2
%

(18)
J

where AH, is the molar enthalpy of vaporization of the solvent at 25 °C, V, its molar volume, and
R, the gas constant.  This quantity measures the cohesive energy density of the solvent, and has
been used extensively to explain the solubility of non-electrolytes.!® From Fig. 5, itis clear thata
reasonable correlation is obtained between the local contribution to the entropy of solvation and the
solubility parameter 8, on the basis of the data for K+ ion. However, it must be pointed out that
the properties of the correlation are determined to a large extent by the data for formamide and
water. No correlation would be found if one considered the aprotic solvents only. Thus, the
entropy associated with hole formation for the solute is only one of the factors determining the
magnitude of the contribution to the entropy from local electrostatic interactions.

[t is interesting to examine the applicability of the present model to predict the entropy of
solvation of divalent monoatomic ions. In our previous examination of the application of eq. (1)
to data for the G*"*bs energy of solvation of monoatomic cations!, it was shown that excellent
agreement between theory and experiment is found for the alkaline earth metal cations in water
when the parameter ¢; is estimated using the Pauling radius for the cation and the MSA parameter
ds calculated from data for the alkali metal cations. However, the same value of 85 gave low
estimates of the Gibbs energy of solvation of divalent ions such as Zn2+, Cd2+ and Pb2* whose
bonding to the water molecules in immediate contact with the cation involves d elecwrons. Thus,
the value of the parameter §; required to achieve agreement between theory and experiment for
these ions is smaller than that recorded in Table II. The experimental data for the entropy of
solvation of these cations is shown as a function of their Pauling radii in Fig. 6. The solid curves
show the MSA estimates based on the experimental values of the Gibbs energy of solvation of the

same ions using the best value of dd¢y/dT given in Table II. Thus, according to eq. (15),
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It is apparent that a good fit of the data for the alkali metal cations to the MSA model is obtained.
However, in the case of the divalent ions. the same value of d8/dT leads to unreasonably high
estimates of AS?. However, if one assumes dd/dT is 0.019 pm K-, a value close to one half that
used to fit the data for monovalent ions, a reasonable fit between theory and experiment is
obtained. It is especially interesting that the data for both groups of cations considered seem to
follow one curve, no distinction being apparent between those cations which have d electrons
involved in local electrostatic interactions, and those which do not.  These results demonstrate
clearly that the estimates of AS‘S’ from the MSA model are very sensitive to the value chosen for the
parameter d8¢/dT. This aspect of the MSA descripton needs to be examined in more detail in
future work.

The present model can be used to assess results for the entropy change associated with

simple redox reactions such as
A+e =B (20)

which involve only one electron and no formation or breaking of bonds. The standard entropy
change Asg associated with such an equilibrium can be estimated from the temperature dependence
of its standard potential measured in a non-isothermal cell in which the temperature of the reference
electrode is held constant.20 Data have been collected20-21 for a number of inorganic redox
couples in both aqueous and non-aqueous solvents and for systems involving ions of varying
charges. These data also incorporate an extrathermodynamic assumption associated with the
temperature dependence of the potential drop in the liquid junction between the main cell
compartment whose temperature is varied, and the reference electrode compartment whose
temperature is held constant. On the basis of eq. (7), the MSA expression for the standard

entropy for reaction (20) is

o _
asg =

Noeo? Azg? [1 deg 1 1 (1 1) 1 dss] Q1

8meg IR g2 dT (1+&R) ) (1+ER)? g) ™R dr




where & = &/ (22)
and Azr2 = z; - zj (23)

In writing this expression, it is assumed that both reactant A and product B whose charges are z5
and zg, respectively can be represented by spheres of equal radius rg.  The corresponding
expression for the standara potential for reaction (20) estimated from the standard Gibbs energy

change is

8neg Frr gs) (1+&R)

The simplest system to which the present theory can be applied is the ferrocenium

2 2
go - Noeo AZR (1 i _1-) 1 (24)

cation/ferrocene reaction couple which has been suggested as a reference system for obtaining a
solvent independent potential scale.?-22.23  This organometallic system is reasonably large and
spherical with an effective radius of 0.37 nm.*4 However, on the basis of the MSA model (eq.
(24)), the estimate of the standard potential is not independent of the nature of the solvent within
the experimental precision that these quantities are usually measured (* 1 mV). In fact, the
estimated change in E O with respect to its value in water varies from a negative value of -25 mV
in N-methylformamide to a positive value of 62 mV in nivomethane (see Table IIT). Choosing a
reference system with a larger size does not completely eliminate the differences between £ ©in
the solvents considered. For instance, if the reacting species has an effective radius of 1 nm, the
predicted values of &0 fall in a range from -9 mV to +23 mV with respect to the value in water.
Thus, on the basis of the MSA model, the ferrocenium/ferrocene system or any similar redox
| couple with a larger radius does not provide an acceptable reference for a solvent independent
potential scale.

Values of the standard entropy change for this reaction couple according to the Born and
MSA models and from experiment are also summarized in Table [TI. In the case of the aprotic

solvents, the MSA estimates of AS& are considerably better than those from the Bom model and

14




usually within 20 percent of the experimental estimate. Considering the sensitivity of the MSA
model to the assumed value of d8y/dT, the present MSA estimates are quite good. One should
also take into consideration the fact that the experimental data also contain a contmnbution to the
entropy from ion-ion interactions, especially those resulting in ion pair formaton. This
contribution is expected to be very important in solvents like nittomethane where ion pairing is
very strong because of the weak solvation of cadons. Ion pairing was not considered in the
previous analyses of solvent effects on redox reaction entropies20.21 which were largely based on
the Born model. In fact, most of the redox couples for which values of AS% have been reported
in non-aqueous solvents involve ions with charges greater than unity. Ion pairing is expected to
play an important role in all non-aqueous solvents except the protic amides which have dielectric
constants greater than that of water. In the case of the protic solvents, the MSA estimate of AS% is
clearly too large. This may be a result of the way in which the molecule ferrocene interacts with
hydrogen bonding solvents. Certainly, the estimate of the entropy based on eq. (21) considers
only the effect of the charged species in the reaction couple on the net entropy change. Ferrocene
has a mulripole character and thus can result in local structure in protic solvents r_csult'mg in a net
lowering in the net entropy change Asg. In the case of the simpler solvents, the Born model
considered earlier20:2! and the MSA model used here without consideration of ion-ion interactions
cannot be expected to give a realistic estimate of AS% for these systems. Thus, one needs in
general to consider at least three contributions to the entropy change associated with simple redox
couples. The first is that due to long range electrostatic interactions which can be estimated by the
Born model. The second is due to short range electrostatic interactions especially those which are
between ions and dipoles, and is dealt with by the MSA model presented in this paper. The third
contribution is that from short range ion-ion interactions which also can be treated by the MSA
when this theory is applied to systems of finite ionic strength.25 Finally, in a complete description
of the entropy one needs to assess the role of dipole-dipole interactions which are important near

solvated charged reactants.
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In summary, the present analysis has shown that a significant improvement in the estimate of
the entropy of solvation of monovalent ions may be made on the basis of the MSA mode] presented
here. This requires the introduction of one additional parameter with respect to those used to
esumate the Gibbs energy, namely, the temperature derivatve of the MSA parameter A (or ).
The resulting estimates of the solvation enopy are extremely sensitive to the value chosen for
dd¢/dT and there is some question whether a unique value can be used to calculate Asg for a series
of ions such as the alkali metal halides. The role of dipole-dipole interactions needs to be
considered further. However, before these outstanding problems can be resolved, further
attention needs to be devoted to improving the extra-thermodynamic assumptions used to separate
cationic and anion contributions to experimentally measured thermodynamic parameters. This
subject will be considered in detail in a future paper.
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Table III. Thermodynamic Parameters for the Ferrocinium Cation/Ferrocene Redox Couple

estimated from the Born and MSA Models together with Experimental Data

Solvent _\ég/ mV3 AS?2 /J K- mol-!
MSA Born® MSAC Expt.d

Water 0 11.0 21.1 -21.0
Formamide -15 11.0 30.4 0
N-methylformamide -25 9.1 28.8 17.0
Methanol 29 34.6 529 13.0
Acetone 17 42.9 58.8 67.0
Acetonitrile 38 21.4 47.1 48.0
Dimethylformamide 0 24.8 45.1 56.0
Dimethylsulphoxide -11 9.1 36.0 52.0
Nitromethane 62 23.6 47.1 59.0
Propylene carbonate 21 10.3 394 46.0

a Estimated difference between £9°in a given solvent and that in water using eq. (24).
b The Bom estimate may be obtained from eq. (21) when &g and d8¢/dT are set equal to zero.
¢ From eq. (21).

d Results reported in Ref. 20.




Legends for Figures

Figure 1. Plot of the local contribution to the solvaton entropy, -Asg(loc) as defined in eq.
(15) against the square of the Gibbs energy of solvation using data tor the alkali

metal cations in water (W) and acetonitrile (AN).

Figure 2. Plot of the MSA parameter &5 determmuned for the alkali metal cations and halide
anions with consideration of both ion-dipole and dipole-dipole interactons (eq. 6
with 8 = 0.16) against the same quantity considering ion-dipole interactions only
(eq. 6 with 8 = 0).

Figure 3.  Plot of the entropy of solvation of the K+ cation estimated in various solvents

according to the MSA theory against the corresponding experimental quanaty. The

definitions of the abbreviations for the solvents are given in Table L.

"Figure 4.  As in Figure 3 but for the Br™ anion.

Figure 5.  Plot of the local contribution to the solvaton entropy, -AS‘S’(loc) for the K* caton in
various solvents as defined in eq. (15) against the Hildebrand solubility parameter d.
Figure 6. Plot of the standard entropy of solvation of various monovalent and divalent

cations, ASZ against their Pauling radii, r;. The solid curves give the estimates for
the corresponding quantity on the basis of the MSA model (eq. 17) using
expenmental values of AG‘S’ and assuming d8y/dT = 0.036 pm K-! for the
monovalent ions and 0.019 pm K-! for the d valent ions. The broken curve gives

the estimates for divalent ions assuming d8¢/dT is 0.036 pm K-1.
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